Abstract.--Sulfates produced by oxidation of sulfide minerals in mines, mine-and-mill tailings, and waste-rock dumps are characterized by
( 1) 0 34 s values similar to those of the original sulfide minerals·, and (2) low or negative o 18 o values similar to those for sulfates in acidic spring waters.
Experimental oxidation of pyrite in waters with a wide range of C 18 o values has shown that the 0 18 o value of the product sulfate depends not only on the experimental conditions (aerobic or anaerobic; submerged or intermittently wet and dry; sterile or containing Thiobacillus ferrooxidans), which may determine the actual reaction pathways, but also on the oISo value of the wate·r in which the oxidation takes place.
The experimental results can be interpreted as evidence that 29 to 100% of the oxygen in the sulfate was derived from water molecules, whereas dissolved sulfates in field sample·s incorporated 35 to 90% water oxygen.
So far it has not been possible to determine whether the water oxygen is incorporated into the sulfate during the actual oxidation process (as implied·by proposed stoichiometric equations), or through oxygen-isotope exchange between the water and one or more intermediates (-.g. sulfite or thiosulfate). At room temperature, the exchange of oxygen isotopes between water and sulfate ions is too slow to effect the observed o 18 o values. The range in 0 18 o values for sulfate produced by oxidation of sulfides tends to widen as O 18 0 values for rain and snow become more negative at higher latitudes and at greater distances from the oceans.
Some uncertainty still exists regarding the actual o 18 o value for dissolved oxygen in subsurface waters. A further complication is background sulfate from sources such as marine evaporites, which might be detected using sulfur isotope data.
The above components must be characterized before proper interpretation of the oxygen-isotope composition of sulfate produced during sulfide weathering is possible.
Only then could oxygen-isotope data be used to monitor the effects of me~sures designed to reduce (or accelerate) the oxidation process in mines, tailings deposits, and wa~te-rock dumps.
INTRODUCTION
It has been realized for some time that oxygen incorporated into sulfate during the oxidation of sulfide minerals is derived in part from molecular oxygen and in part from water molecules.
The overall oxidation process is usually described by several stoichiometric equations.
For example, Taylor et al. (1984b) It must be emphasized that the above equations, while convenient, may not describe the actual reaction mechanisms.
For example, there is still considerable debate as to whether water dissociates and plays an oxidizing role, or whether exchange of oxygen isotopes between the water and intermediate sulfur species fully accounts for the presence of water oxygen in the product sulfate.
According to Rimstidt et al. (1986) , the process converting sulfide sulfur to sulfate may consist of as many as eight reaction steps, some of which occur at the mineral/solution interface, whereas others occur in the dissolved phase.
Intermediate sulfur species may comprise polysulfides, elemental sulfur, polysulfonic acids, sulfite, and thiosulfate.
Postulated pathways of sulfur oxidation by Thiobacilli invoke these intermediates (cf. review by Ralph 1979).
There is, however, the question whether their concentrations and/or lifetimes, during natural oxidation of metal sulfides, are sufficiently large for exchange reactions to alter the oxygen isotope composition of the final sulfate product. This paper examines published and new data for oxidation experiments and field samples, to determine how effectively oxygen-isotope data for dissolved sulfate in ''acid mine drainage'' can elucidate the conditions prevailing during the oxidation of metal sulfides.
Isotopic data from laboratory experiments are available for oxidation of Na 2 s and H 2 s (Lloyd 1967 (Lloyd , 1968 ; for oxidation of elemental sulfur (Mizutani and Rafter 1969) ; and for oxidation of pyrite (Schwarcz and Cortecci 1974; Taylor et al. 1984a; and current 148 studies).
Isotopic data for field samples have been published by Shakur (1979) , Smejkal (1979) , Taylor et al. (1984b), and ; additi~nal field samples have recently been analyzed by the authors.
METHODS
At the tailings deposit of an abandoned zinc mine in northern Ontario, water samples were collected from 2-inch (5-cm) ID piezometers, using a smalldiameter bailer.
The samples were stored in 1-L polyethylene and 125-ml glass bottles.
The samples were used for the determination of 03 4 S and oIBos values for dissolved sulfate, and olBow values for the water, respectively. At the same site, samples of tailings were collected from drillholes and testpits, and stored in plastic bags. Additional water samples were collected from mine drainage at two abandoned coal mines near Coleman (Alberta); from a tailings pond at a gold mine near Contwoyto Lake (N.W.T.); and from acidic creeks draining pyritic exposures near McBride (British Columbia), and near the Nanisivik lead/zinc mine on Baffin Island (N.W.T.).
In our oxidation experiments we used waters with four different olBow valueg, ranging from -33.5 to +34.0 /oo.
For each type of water, two 125-mL vacuum flasks were prepared, each with 100 mL of water and 100 mg of pyrite that had been finely ground in dry air.
The tops of the flasks were sealed with pa 1 afilm, while the side arms were lef~ open to the atmosphere. After 31 days, the water was removed from one set of four flasks and analyzed to determine o 18 os; after 547 days, 60 mL of water was removed from the second set of flasks and analyzed to determine both olBos and oIBow.
Sulfur and oxygen isotope analyses followed procedures described by Thode et a1. (1961 ), van Everdingen et al. (1982 , and Ueda and Krouse (1986 Previous Work Lloyd (1967 Lloyd ( , 1968 concluded that the ratio of water oxygen to molecular oxygen used in the oxidation of Na 2 s, at 25°C in water under an oxygen atmosphere, was 1:2. He suggested that the initial reaction (not balanced) was
The isotope fractionation [Em] for the incorporation of mglecular oxygen was deduced to be -8.7 loo. Lloyd also found that the subsequent reaction [ 5 J was comparatively slow, and that sulfite underwent oxygen-isotope exchange with the water (80% in one week at room temperature), as much as 10 5 times faster than the -exchange between sulfate and water.
The final 0 18 os for the sulfate would thus depend on the competing rates of (1) exchange of oxygen isotopes between sulfite and water, and (2) oxidation of sulfite to sulfate.
It should be noted here that buildup and retention of so!-are pH dependent.
Oxidation of HzS in aerated waters with three different 0 18 ow values resulted in 64 to 76 percent of the sulfate oxygen being derived from Ow (Lloyd 1967) . The isotope fractionation [ewJ for incorforation of water oxygen into so 4 -was found to be zero. A series of experiments was designed by Taylor et ai, (1984b) to elucidate the pathways of pyrite oxidation.
They used both aerobic and anaerobic sterile conditions, as wel.1 as aerobic conditions with Thiobacillus ferrooxidans.
The pyrite was either submerged or subjected to the alternating wet and dry condicions often found in mine environments.
For individual experiments, the t::,.. values ranged from +4°/oo (anaerobic, sterile), to +18°/oo (aerobic, with T.ferro.). The isotope fractionation (em) for incorporation of molecular o~ygen into sulfate was found to be -4.3 /oo for chemical (abiological) oxidation, and -11.4°/oo for bacterially-mediated oxidation (for an ' 1 average 11 value of -7.9°/oo).
This Study
In our experiments, the samples extracted after 31 days showed 1.::,.. values ranging from -11.4 to +27.6°/oo; for the samples extracted after 547 days, 0 the I::,. values ranged from -11.0 to +12.0 /oo; 150 the t::,.. value was smallest (1°/oo) for the experiment using water with a 0 18 ow value of +17°/oo.
DATA FOR FIELD SAMPLES
Isotopic data for most of the field samples are listed in tables 2 and 3, and illustrated in figure 2. ahe 1.::,.. values ranged from +3.4 to +11.1 /oo for samples from Bohemia (Smejkal 1979) ; from +2.6 to +15.2°/oo for samples from Colorado and California (Taylgr et al. 1984b) ; from +10.2 to +23.0 /oo for samples from W. and N. Canada (van Everdiggen et al. 1985) ; and from +4.0 to +22.0 /oo for the samples analyzed during our current study.
The I::,. values for samples from the Pine ~oint area (N.W.T.), analyzed by Shakur (1979) , were all higher, ranging from +26.4 to +34.0°/oo. It is noted that in the earlier analysis of van Everdingen and Krouse (1985) , EW was chosen as +2.6°/oo, as suggested by data of Taylor et al. (1984a) .
However, with that Ew value, some of our recent data would fall below the 100 percent reaction [I] line on a o 1 8os vs. o 18 ow plot. Therefore, an EW value of zero seems more appropriate.
Equation [7] can be rewritten to allow calculation of Y from the olBos and olBow values for individual samples:
Finally, the fraction (X) of sulfate oxygen derived from Ow can be calculated either from X = 0.875 * Y + 0.125 [ 9] or directly from the isotopic data for Os, Ow, and Om:
The position of individual data points in relation to the percentreaction-[lJ lines in figures 1 and 2 indicates the proportions of the sulfate produced by reactions [lJ [ 10] and [3J.
The spread of the experimental data ( fig. 1) The distribution of the field data ( fig. 2) , with the exception of the Point Point set, indicates that 26 to 88% of the sulfate was produced by reaction [lJ, with 35 to 90% of the sulfate oxygen provided by Ow.
Complications in Field Situations
Sulfate in waters associated with sulfide mineralization may have been derived from several sources ( fig. 3 ). In the case of carbonate-hosted metal-sulfide deposits, anhydrite (or gypsum) may have been dissolved earlier from associated marine evaporite strata. Under anaerobic conditions in the presence of a suitable carbon source, sulfate reduction may occur, enriching the remaining soi-in both 345 and 180 (cf. Krouse 1987) . Under more aerobic conditions, sulfur in lower valence states can oxidize, incorporating oxygen atoms from dissolved o 2 and from H 2 o. Interpreting isotopic data solely on the basis of metal-sulfide oxidation ignores the possibility that the water in which the oxidation process takes place may contain dissolved sulfate from 153 non-sulfide sources.
Where this is suspected, it is necessary to obtain information on both the concentration and the oIBos for the ''original'' sulfate.
The complexity of natural systems is illustrated by the data for water samples from a pumped open pit in the carbonate-hosted Pb/Zn deposit at Pine Point (Shakur 19796 .
The o3~s and 0113 Os values varied by 6 loo and 8 loo, respectively ( fig. 4) , over a small area.
The 5-values tended to increase with .
The two known local sources of sot-are dissolution of anhydrite, and oxidation of metal sulfides, both with 53 4 s values near +20°/oo (Sasaki and Krouse 1969) .
a1sos (%.) If a linear behaviour is invoked, the Y-intercept corresponds to the 5 -value for one of the sources (cf. Krouse 1980) . E'or the Pine Point 5l8os data, figure 5 shows that the 518 Os value at the intercept is 2 to 3 per mil higher than expected for the evaporite sulfate (Sasaki and Krouse 1969) .
Note that the line computed with the points for the two lowest sulfate concentrations excluded, gives an intercept close to the evaporite value.
It can also be argued that the 518 Os values for many of these samples were somewhat elevated b~ bacterial sulfate reduction, because the Eh values of these waters average -250 mV (Shakur 1979) .
This would tend to give a lower Y-intercept, since higher 0 1 8 0 shifts The lower o 18 os values in figure 5 imply that some sulfate was generated by oxidation of lower valence sulfur.
The sulfide minerals cannot be the source for this, because thgir minimum 5345 value is about +17 /oo, whereas figure 4 shows that lower 534g values were found for sof-. Note that the two samples with the lowest olBos values and sulfate concentrations in figure 5 also have the lowest 6 3 '+s values, and that they seem to fit a trend that differs from that suggested by the rest of the data in figure 4 . Therefore, one may conclude that oxidation of another source of lower valence sulfur, with a lower 6 34 s value, has produced some of the sulfate. Analysis of waters from boreholes some distance from the mining area revealed significant concentrations of 531+ S-depleted HS-, generated by bacterial sulfate reduction (Weyer et al. 1979) .
Its re-oxidation would seem to be a good candidate for the third sulfate source.
It can be readily appreciated that quantification of the sulfate contribution from the oxidation of sulfide ores in such a system would be impossible without detailed chemical and isotopic data.
Of our field data listed in tables 2 and 3, those for the Pine Point area are undoubtedly affected by the presence of marine sulfate, as discussed above. Those for the Golden Deposit and the Coleman mines are possibly affected; their 5l8os values are relatively high, and evaporites are known to occur in their vicinity.
No marine sulfates occur near the remaining sites; these include the South Bay and Lupin mines, located on the Canadian Shield, and the Nanisivik and Paint Pots discharges with the lowest 5l8os values in table 2.
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Other Uncertainties Some uncertainty still exists regarding the 518 Om value to be used in equations [6J and [10] for dissolved molecular oxygen participating in sulfide oxidation.
In laboratory experiments, the 5l8om value for 0 atmospheric o 2 (+23.8 /oo, Horibe et al. 1973 ) has been assumed, However, the 5l8om value of dissolved oxygen is usually not determined, although it may be drastically affected either by kinetic isotope effects during oxidation reactions, or by exchange processes. Determining 5l8om values in natural waters presents a challenge because of difficulties during sampling.
Even if a sample can be obtained without introducing atmospheric contamination, th~re is still the question as to whether the measured 618om value represents that existing during sulfate formation.
Nevertheless, attempts should be made to measure this parameter as it bears directly on the interpretation of 518 Os versus O 18 Ow plots for field samples.
In addition it could be argued that the water associated with the sulfate at the time of sample collection may not properly reflect the 6 1 8ow value of the water that provided the oxygen for incorporation into the sulfate.
It should also be noted that water samples from a shallow tailings deposit can be expected to show a relatively wide range of, and some seasonal variation in, 5l 8 ow values (reflecting 518 Ow variations in infiltrating rain and snowmelt), as compared to water from natural acidic discharge or mine drainage, in which subsurface mixing would be more complete.
Holser et al, (1979, p. 14) asked: ''Will field studies of pyrite oxidation, including isotope measurements on the oxygen of the air and water, ratify the ratio of 1:2 of those participants in Lloyd's experiments?''.
The authors believe that the data presented here have provided an answer to that question, even while raising several other questions.
Careful selection and detailed analysis of samples from a variety of field situations should resolve some of the uncertainties outlined above.
The paucity of experimental data on the proportions of Os derived from Om and Ow during oxidation of different sulfide minerals, elemental sulfur, and different organic sulfur species is being addressed by the authors in collaboration with a number of colleagues.
Future oxidation experiments should be aimed at trapping (in sufficient quantity for isotopic analysis), one or more of the intermediate sulfur species that may be formed during the oxidation process, before they have a chance either to oxidize further or to exchange oxygen with the surrounding water.
CONCLUSIONS
Simplified stoichiometric equations describing pyrite oxidation, in combination with experimentally determined isotope parameters, define a field on a oIBos versus 518 Ow diagram. Data from laboratory experiments, as well as data for samples from aerobic environments not affected by marine sulfate, were found to plot within this field.
This suggests that the equations may present a reasonable, simplified description of the overall oxidation process.
Calculations based on these equations indicate that the fraction of sulfate oxygen Os derived from water molecules ranges from about 29 to 100% for the experiments, and from 35 to 90% for the field samples.
The available experimental results also suggest that some of the water oxygen may be incorporated in the sulfate as a result of exchange of oxygen isotopes between the water and one or more intermediate sulfur species. The possibility that oxygen derived from H 2 0 molecules can act as an oxidant in purely chemical conversions, tends to be discounted.
The 0 18 Os values for samples from some of the field sites reflect the presence of sulfate of marine-evaporite origin.
In addition, the data for the Pine Point samples indicate the presence of sulfate derived from oxidation of HSwhich was generated earlier by bacterial sulfate reduction.
Clearly, such background sof-must be characterized before 0 18 Os and 0 18 Ow data can be used to monitor sulfide oxidation in mining environments.
